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Distribution curvesAbstract Formation of binary complexes of Al(III), Cr(III), Fe(III), Th(IV), UO2(II), Ce(III),
La(III), and Gd(III) with 3-(2-ethylamino)-1-hydroxyethyl] phenol (Effortil) were studied potentio-
metrically at 37.0 C and I= 0.16 mol dm3 NaNO3 in aqueous solution. The acid–base properties
of Effortil were investigated and discussed. The order of stability of the complexes was investigated
and is discussed in terms of the metal ion. The experimental pH titration data were analyzed in
order to evaluate the formation constants of various intermediate species formed. The concentra-
tion distribution of various species formed in solution was evaluated.
ª 2013 Production and hosting by Elsevier B.V. on behalf of King Saud University. This is an open access
article under the CC BY-NC-ND license (http://creativecommons.org/licenses/by-nc-nd/4.0/).1. Introduction
During the last two decades we have found that many drugs
used in the treatment of hyper- and hypotension form stable
chelate complexes with some metal ions (see e.g., Bontchev
and Pantcheva, 2002; Bontchev et al., 1989, 2000, 2001). Such
investigations in this ﬁeld lead to the hypothesis that the com-
plexation can modify the biological activity of the drugs by
changing the homeostasis of the metalloelements and/or
changing the reactivity of the medication when it is bound in
the form of a metal complex (Getova et al., 2006). The essen-tial role of transition metal ions in biological systems is well
known (Eichhorn, 1975; Eichhorn and Marzilli, 1979; Martell,
1980; Sigel, 1974; Sigel and Sigel, 1990, 1996; Bertini, et al., 1992).
The interest in rare earth elements results from their unique phys-
ical chemical characteristics. The entire group exists exclusively as
trivalent ions in natural waters, and their ionic radius decreases by
less than 20% across the ﬁfteen member series. Group III cations
exhibit an essentially similar chemical behavior in aqueous solu-
tion. Under physiological conditions these cations exist as metal
complexes. They are known to bind tightly to human serum trans-
ferrin in the blood. Numerous published studies on the interac-
tions of group III metals with transferrin are reviewed, with
particular attention being given to the comparative analysis of
the binding constants and to the kinetics and mechanisms of metal
ion uptake and release (Harris and Messori, 2002).
In fact, little studies showing the interactions between metal
ions and Effortil have been appeared in the literature (Bont-
chev et al., 2000). We observed that no report is concerned
about the suitability of Effortil and Al(III), Cr(III), Fe(III),
608 M.M. Khalil, R.K. MahmoudTh(IV), UO2(II), Ce(III), La(III), and Gd(III) metal ions. In
this context, we believed that the study of the interactions of
some metal ions with Effortil may have implications on bio-
chemical studies.
2. Experimental
2.1. Materials and solutions
3-(2-Ethylamino)-1-hydroxyethyl] phenol (Effortil) was from
Sopharma, Bulgaria. The metal salts were provided by BDH
(England) analytical-grade products as nitrates. Stock solu-
tions of the metal salts were prepared in bidistilled water; the
metal ion concentration purity was checked by a standard
method (Welcher, 1965). Carbonate-free sodium hydroxide (ti-
trant, prepared in 0.10 mol dm3 NaNO3 solution) was stan-
dardized potentiometrically with KH phthalate (Merck AG).
A nitric acid solution (0.04 mol dm3) was prepared and used
after standardization. Sodium hydroxide, nitric acid, and so-
dium nitrate were from Merck p.a.
2.2. Apparatus
The titrimetric data were obtained using a 702 titroprocessor
equipped with a 665 dosimat (Switzerland) made by Metrohm
(coupled with a Metrohm combined glass electrode Ag/AgCl).
The glass electrode was calibrated before each titration with
two Merck standard buffer solutions in nitrate medium: ﬁrst
with the pH 7.0 solutions (the same as in the bulb) and then
with a pH 4.0 solution. All titrations were performed at
37.0 ± 0.10 C by coupling the titration cell with a thermo-
static bath.
2.3. Procedure
The ligand concentration was varied in the range 0.001–
0.006 mol dm3. Three to six different metal-to-ligand ratios,
ranging from 1:1 to 1:6 for binary systems were investigated
(metal:ligand). The investigated solutions were prepared (to-
tal volume 50 cm3) and titrated potentiometrically against
standard CO2-free NaOH (0.10 mol dm
3) solution. A stream
of nitrogen was passed throughout the course of the experi-
ment in order to exclude the adverse effect of atmospheric
carbon dioxide. Each of the investigated solutions was
thermostated at the required temperature with an accuracy
of ±0.10 C and the solutions were left to stand at this tem-
perature for about 15 min before titration. Magnetic stirring
was used during all titrations. About 100–140 experimental
data points were available for evaluation in each run. Titra-
tions were performed up to pH  11. Each set of titrations
was performed at least four times and the reproducibility of
the titration curves was within 0.01-pH unit throughout the
whole pH range. The pH titrations were terminated when
either of the pH readings became unstable, showing a down-
ward drift. In all cases, no calculations have been performed
beyond the precipitation point; hence, the hydroxyl species
likely to be formed after this point could not be studied.
Also, because of the rather sluggish ligand-exchange kinetics
of Al(III) and the precipitation reactions when equilibration
could not be reached within 10 min, the corresponding titra-
tion points were omitted from the calculations (Kiss et al.,1997). The stability constants of the binary complexes were
calculated by means of computer program based on un-
weighted linear least squares ﬁt (Irving et al., 1953). Standard
deviations were also evaluated for the corresponding equilib-
rium constants. The concentration distribution of various
complex species existing in solution as a function of pH
was obtained using the SPECIES program (Gans and Saba-
tini, 1996). All solutions used throughout the experiments
were prepared freshly in ultra pure water obtained from a
NANO pure-ultrapure water system with resistivity of
18.30 MO cm. All of the aqueous solution samples were pre-
pared gravimetrically.
2.4. Calibration of glass electrode cell
A computer program (GLEE, glass-electrode evaluation)
(Gans et al., 2000) was used for the calibration of glass elec-
trode by means of a strong acid-strong base titration. This pro-
gram provided an estimate of the carbonate contamination of
the base, the pseudo-Nernstian standard potential, slope of the
electrode, optionally, the concentration of the base and pKw. It
used a non-linear, least-squares reﬁnement to ﬁt a modiﬁed
Nernest Eq. (1),
E ¼ E0 þ s log½Hþ ð1Þ
Where E is the measured electrode potential, E0 and s are
parameters of the reﬁnement and represent the standard elec-
trode potential and slope, and [H+] represents the hydrogen
ion concentration.
In acidic solutions the hydrogen ion concentration is ob-
tained from the mineral acid concentration, TH, as calculated
from Eq. (2), that is, log [H+] = log(TH)
TH ¼ ðaHt0 þ cbHtÞðt0 þ t1 þ tÞ ð2Þ
aH is the concentration, mol dm
3, of acid of which t0 cm
3 was
added to the titration vessel; bH is the concentration,
mol dm3, of base in the buret (by convention given a negative
sign), t1 is the volume, cm
3, of background electrolyte solution
added to the titration vessel; and t, cm3, is the volume of base
added from the buret; and c is a correction factor for the base
concentration, where c is reﬁned and the calculated base con-
centration is c bH.
In the alkaline solutions the effective concentration of the
base is usually reduced by the presence of a small amount
(preferably <1%) of carbonate contamination. The extent of
this contamination can be estimated by means of a gran plot
(Gans et al., 2000). Initially E0 is estimated from the acidic re-
gion and s is taken as the ideal Nernestian slope (T/
5.0399 mV). Then Eqs. (3) and (4) are ﬁtted by linear least-
squares regression.Acidic region:
ðt1 þ t1 þ tÞ10EE
0
s ¼ matþ ca ð3Þ
Alkaline region:
ðt1 þ t1 þ tÞ10EE
0
s pKW ¼ mbtþ cb ð4Þ
A typical Gran plot was constructed. From the slopes and
intercepts of the ﬁtted lines two estimates are obtained of the
volume of base consumed at the equivalence point:
tae ¼ ca=ma for the acidic region and tbe ¼ cb=mb for the
alkaline region. Assuming that the difference is due to
Table 1 Dissociation constant of Effortil and stability con-
stants of 1:1, 1:2 and 1:3 binary complexes at 37 C and
I= 0.16 mol dm3 (NaNO3).
Species p q r logbðrÞa
HL 0 1 1 9.24 (0.01)
H2L 0 1 2 16.63(0.01)
[ThLH] 1 1 1 18.45 (0.04)
[ThL] 1 1 0 14.14 (0.02)
[ThL2] 1 2 0 25.48 (0.03)
[ThLH1] 1 1 1 11.15 (0.01)
[ThLH2] 1 1 2 18.08 (0.01)
[UO2L] 1 1 0 11.66 (0.01)
[UO2L2] 1 2 0 19.17 (0.02)
[UO2L3] 1 3 0 24.37 (0.03)
[UO2LH1] 1 1 1 6.25 (0.05)
[UO2(OH)
+] 1 0 1 5.96b
[GdLH] 1 1 1 17.29 (0.04)
[GdL] 1 1 0 11.33 (0.02)
[GdL2] 1 2 0 18.32 (0.01)
[LaLH] 1 1 1 14.30 (0.01)
[LaL] 1 1 0 8.56 (0.01)
[LaL2] 1 2 0 15.30 (0.04)
[CeL] 1 1 0 6.45 (0.05)
[CeL2] 1 2 0 6.35 (0.03)
[AlLH] 1 1 1 15.65 (0.03)
[AlL] 1 1 0 10.48 (0.01)
[AlL2] 1 2 0 20.11 (0.01)
[AlLH2] 1 1 2 12.30 (0.05)
[CrLH] 1 1 1 15.66 (0.03)
[CrL] 1 1 0 10.54 (0.01)
[CrL2] 1 2 0 16.99 (0.02)
[FeL] 1 1 0 13.38 (0.03)
[FeL2] 1 2 0 26.89 (0.02)
[FeL3] 1 3 0 37.62 (0.02)
[FeLH1] 1 1 1 9.83 (0.01)
[FeL2H1] 1 1 1 21.61 (0.01)
a Standard deviation.
b Ref. (Cornelis et al., 2003).
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factor tae=t
b
e in the alkaline region. The mineral acid concentra-
tion in the alkaline region is then given by Eq. (5).
TH ¼
ðaHt0 þ cðt
a
e
tbe
ÞbHtÞ
ðt0 þ t1 þ tÞ ð5Þ
where TH is negative and log½Hþ ¼ pKW  logðTHÞ.Stability
constants bjn are deﬁned in terms of the equilibrium between a
metal complex and its components, except that the free ligand
concentration is replaced by total concentration of all ligand
species not actually complexed to the metal, and the free metal
ion term includes hydrolyzed metal ion and metal ion bound to
other complexing species. Calculation of bjn can done by
bnn ¼
bn
aM: aLð Þn ð6Þ
where
aM ¼ ð½M þ ½MOH þ ½MðOHÞ2 þ   Þ=½M ð7Þ
Many metal ions hydrolyze to form polynuclear species so
that aM would be concentration-dependent, but in the presence
of excess strong ligand it is usually sufﬁcient to consider only
the formation of mononuclear species. Under these conditions,
aM reduced to
aM ¼ 1þ 10ðpHpK1Þ þ 10ð2pHpK1pK2Þ þ    ð8Þ
where pK1, pK2, ... are the successive pKa values for the loss of
a proton from a hydrated metal ion. The metal ion hydrolysis
constants published in the IUPAC stability constants data
base and other sources have been used (Database Royal Soci-
ety of Chemistry IUPAC, 2004; Cornelis et al., 2003). All the
possible hydrolytic species resulting from the formation of
the different hydroxyl complexes including different metal ions
have been taken into consideration during the calculations.
Initial estimates of the stability constants of different normal
and protonated binary and ternary complexes formed in solu-
tion have been reﬁned with the computer program. The quality
of the ﬁt during this reﬁnement was judged by the values of the
sample standard deviations.O
OH N
H
CH3
+H+
(L-)
OH NH2+ CH3
            H+     +
HOHO
OH N CH3
(H2L) (HL) 
Scheme 1 Protonation of Effortil.3. Results and discussion
The accurate evaluation of the dissociation constants of phen-
ylalkanolamines is important to understandtheir association
and chelation reactions, their stability, and their comparative bio-
logical activity. Equilibrium studies of Effortil and its complex
formation were carried out in aqueous solution because the stoi-
chiometric protonation constants of the investigated ligand were
determined at 37.0 C and I= 0.16 mol dm3 NaNO3 potentio-
metrically using a computer program based Irving and Rossotti
(Irving et al., 1953) and these constants are tabulated in Table 1.
Upon the addition of NaOH deprotonation of ligand occurs, rep-
resentation of the acid dissociation constants (Ka) in stability
study is expressed in terms of proton-ligand formation constant
or protonation constant (Eqs. (9), (10)), and also used in the pres-
ent investigation. Analysis of the potentiometric titration curve
using the computer program gave best ﬁt for two protonation
constants (Table 1). The protonation steps are described as fol-
lows (charges for simplicity):LþHLH K1 ¼ ½LH½L½H ð9Þ
HLþHH2L K2 ¼ ½H2L½HL½H ð10Þ
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Figure 1 Representative concentration distribution curves as a function of pH calculated for Effortil system at 37 C, I= 0.16 mol dm3
NaNO3 and Cligand = 0.001 mol dm
3.
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Figure 2 Potentiometric pH-titration curves for the Fe(III)-Effortil system at 37 C, I= 0.16 mol dm3 NaNO3 and at 1:1 metal–ligand
ratios; CEffortil = 0.001 mol dm
3.
610 M.M. Khalil, R.K. MahmoudThese equilibria are described as protonation reactions to
give protonated ligand and accordingly the equilibrium con-
stants are stability constants. As is apparent from these equa-
tions, K1, and K2 are equal to the reciprocals of the respective
acid dissociation constants (Ka). Since the two protonation
constants are related to the protonated amine nitrogen andphenolate, respectively as shown in Scheme 1. This is also
illustrated in the species distribution of the Effortil ligand in
Figure 1 as a function of pH which indicates that in acidic
solution effortil initially exists 100% in the fully protonated
form as H2L below pH <5. By rising of pH, the ligand
(H2L) loses the ﬁrst proton forming HL, which is the
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Figure 3 Potentiometric pH-titration curves for the Effortil and for the M-Effortil systems at 37 C, I= 0.16 mol dm3 NaNO3 and at
1:1 metal–ligand ratios; CEffortil = 0.001 mol dm
3.
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Figure 4 Potentiometric pH-titration curves for the Effortil and for the Th(IV)-Effortil system at 37 C, I= 0.16 mol dm3 NaNO3 and
at 1:1; 1:2 and 1:3 metal–ligand ratios; CEffortil = 0.001 mol dm
3.
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Figure 5 Representative concentration distribution curves as a function of pH calculated for Th(IV)-Effortil system in the ratio 1:2 at
37 C, I= 0.16 mol dm3 NaNO3 and Cligand = 0.001 mol dm3.
0
10
20
30
40
50
60
70
80
90
100
2 2.5 3 3.5 4 4.5 5 5.5 6 6.5 7
%
 
Sp
ec
ie
s
pH
Fe(III)
Fe(III)-L
Fe(III)-L2
Fe(III)-L3
Fe(III)-LH
-1
Fe(III)-L2H-1
Figure 6 Representative concentration distribution curves as a function of pH calculated for Fe(III)-Effortil system in the ratio 1:4 at
37 C, I= 0.16 mol dm3 NaNO3 and Cligand = 0.001 mol dm3.
612 M.M. Khalil, R.K. Mahmoudpredominant species in pH 8.30 with maximum concentration
of 80.79%. As the pH increases, the second proton begins
deprotonation of the free ligand L anion reaching a maxi-
mum percent of 99.70% at pH 11.70.
Effortil was titrated in the presence and absence of metal
ion. The titration curve of the complex is lowered from thatof the free Effortil curve (Figure 2). This indicates a complex
formation associated with release of hydrogen ions. The for-
mation constants were determined by ﬁtting potentiometric
data on the basis of possible composition models. The equilib-
ria involved in the formation of the metal-Effortil binary com-
plexes may be represented as follows:
Solution equilibrium of metal ions-binary complexes with 3-(2-ethylamino)-1-hydroxyethyl] phenol (Effortil) 613Mþ LML; K1 ¼ ½ML½M½L ð11Þ
MLþ LML2; K2 ¼ ½ML2½ML½L ð12Þ
Examination of the stability constants of the binary com-
plexes investigated (Table 1) reveals the following remarks:
 In general, the values of logK1 reﬂect the afﬁnities of the
used ligand for chelation with the metal ions under investi-
gations. This afﬁnity may be attributed to the simple struc-
ture of the used ligands and consequently no steric
hindrance in the formed 1:1 complexes.
 The complex stability of the binary complexes with respect
to the metal ion present follows the order: Th(I-
V) > UO2(II) > Gd > Ce(III) > La(III). This behavior
can be attributed to the fact that the actinides have much
higher densities and greater tendency to form complexes
compared with the lanthanides (see Figure 3). Thus, in
actinides the 5f orbitals extend into space beyond the 6s
and 6p ones and participate in bonding. In contrast, for lan-
thanides, the 4f orbitals are buried deep inside the atom,
totally shielded by outer orbitals and unable to take part
in bonding. Stabilities of binary complexes involving
UO2(II) ion are lower than those containing Th(IV), which
can be attributed to the smaller charge of the linear dioxou-
ranium. With respect to lanthanides binary complexes, one
can deduce that the values of stability constants of Ce(III)
systems are higher than those of La(III) complexes. This
is due to the smaller ionic size of Ce(III) (1.020 A˚) than that
of La(III) (1.032 A˚) and also the lower basicity of Ce(III)
than La(III) ion (Cornelis et al., 2003).
 Also, it can be observed that the stability constants of dif-
ferent 1:3 or 1:2 metal–ligand and complexes are lower than
those of the corresponding 1:1 complex species (See Fig-
ure 4), as expected from statistical consideration. The Dlog
K = (log K3–log K2 or log K2–log K1) values are negative
(Table 1). The reduction in the values of stepwise constants
is principally due to the fact that the entropy contribution
to the free energy change becomes less favorable from one
step to the next (Eqs. (11), (12)).
 The high stability of Fe(III) with the ligand under study can
best be viewed in light of the observation that Fe(III) is a
hard lewis acid with a high charge. The presence of nega-
tively charged O, N donor atoms in both amino and phenol
groups play a major role in producing thermodynamically
stable complexes with Fe(III) (Fazary et al., 2011).
 The acid dissociation constant of the protonated complex
given by (pKHMLH ¼ logKMMHA  logKMMA) amounts to 4.31
for Th(IV), 5.96 for Gd(III), 5.74 for La(III), 5.17 for
Al(III), and 5.12 for Cr(III)–Effortil binary systems. The
lowering of this difference can be ascribed to coordination
of Effortil with the metal ion.
 In our investigation, measurements were carried out in a
wide range of reagent concentrations and ligand/metal
molar ratios in order to reach high pH values (up to
pH  8.5) at 37 C, I= 0.16 mol dm3 NaNO3. It is worth
mentioning that the pH values do not change during the
titration time, ruling out any hydrolysis occurring under
these experimental conditions and thus the formation of
hydroxo species (extensive hydrolysis is unlikely). Studies of pH-metric titration, as a ‘‘hard acid’’, Al can
effectively coordinate with the amino group of effortil in
aqueous solution owing to the high afﬁnity of Al toward
nitrogen. The 1:1 chelating complexes are major forms in
acidic aqueous solutions.
 Good linear relationships exist for these data which demon-
strate that metal ion afﬁnity for a particular chelate
increases with increasing metal ion charge (Raymond
et al., 1984; Angkawijaya et al., 2011; Cam et al., 2011).
The species distribution diagram of Th(IV)-Effortil, taken
as a representative and given in Figure 5, shows that proton-
ated complex prevails with formation degree (91%) at pH ca
2.60. The deprotonated species predominates in the physiolog-
ical pH range. And the concentration distribution diagram of
the Fe(Effortil) system is shown in Figure 6. The hydrolyzed
species FeLH1 has been formed above pH 3.00 and has
9.82% relative concentration at pH 3.5 and FeL2H1 shows
the predominance at 4.40 pH with 16.92%.
4. Conclusion
Potentiometric data were employed to calculate formation
constants of Al(III), Cr(III), Fe(III), Th(IV), UO2(II), Ce(III),
La(III), and Gd(III) with 3-(2-ethylamino)-1-hydroxyethyl]
phenol (Effortil). The complex formation equilibria were
investigated to ascertain the composition and stability con-
stants of the complexes.
The concentration distribution diagrams of the complexes
were evaluated. The effect of metal ion on the formation of
the binary complex, the size of the central metal cations and
the steric requirements of the ligands are important. These re-
sults can help understand biological interactions among the li-
gand understudy and the metal ions.References
Angkawijaya, A.E., Fazary, A.E., Hernowo, E., Taha, M., Ju, Y.H.,
2011. J. Chem. Eng. Data 56, 56.
Bertini, I., Messori, L., Viezzoli, M.S., 1992. Coord. Chem. Rev. 120,
163.
Bontchev, P.R., Pantcheva, I.N., 2002. Transition Met. Chem. 27, 1.
Bontchev, P.R., Nachev, Ch., Evtimova, B., Yordanov, N.D.,
Zhecheva, E., Mehandjiev, D. In: Proceedings of the 12th Inter-
national Conference on Coordination Chemistry, Smolenice, Slo-
vakia, 1989, p. 47.
Bontchev, P.R., Ivanova, B.B., Bontchev, R.P., Mehandjiev, D.R.,
Ivanov, D.S., 2000. Polyhedron 19, 1843.
Bontchev, P.R., Ivanova, B.B., Bontchev, R.P., Mehandjiev, D., 2001.
Polyhedron 20, 231.
Cam, T., Irez, G., Aydin, R., 2011. J. Chem. Eng. Data 56, 1813–1820.
Cornelis, R., Caruso, J., Crews, H., Heumann, K., 2003. Handbook of
Elemental Speciation: Techniques and Methodology. Wiley, New
York.
SC Database; Royal Society of Chemistry; IUPAC: 2004; http://
www.Acadsoft.Co.uk/.
Eichhorn, G.L. (Ed.), 1975. Inorganic Biochemistry, Vols. 1 and 2.
Elsevier Scientiﬁc, New York.
Eichhorn, G.L., Marzilli, L.G. (Eds.), 1979. Advances in Inorganic
Biochemistry. Elsevier, North-Holland New York.
Fazary, A.E., Hernowo, E., Angkawijaya, A.E., Chou, T.C., Lin,
C.H., Taha, M., Ju, Y.H., 2011. J. Solut. Chem. 40, 1965–1986.
Gans, P., Sabatini, A., Vacca, A., 1996. Talanta 43, 1739–1753.
614 M.M. Khalil, R.K. MahmoudGans, P., Sullivan, O., Glee, B., 2000. Talanta 51, 33–37.
Getova, V.T., Bontchev, R.P., Mehandjiev, D.R., Bontchev, P.R.,
2006. Polyhedron 25, 2254–2260.
Harris, W.R., Messori, L.A., 2002. Coord. Chem. Rev. 228 (2), 237–
262.
Irving, H.M., Rossotti, H.S., 1953. J. Chem. Soc. 3397, 2904, 1954.
Kiss, T., Sovago, I., Totu, I., Lakatos, A., Bentani, R., Tapparo, A.,
Bornbi, G., Martin, R.B., 1997. J. Chem. Soc. Dalton Trans.,
1967.
Martell, A.E. (Ed.), 1980. Inorganic Chemistry in Biology and
Medicine. Amercian Chemical Society, Washington, DC.Raymond, K.N., Muller, G., Matzanke, B.F., 1984. In: Boscheke, F.I.
(Ed.), Topics in Current Chemistry, vol. 123. Springer-Verlag, New
York, p. 49.
Sigel, H., 1974. Metal Ions in Biological Systems, vols. 1-25. Marcel
Dekker, Basel.
Sigel, A., Siegel, H., 1996. Metal Ions in Biological Systems, vols. 33-
37. Marcell Dekker.
Sigel, H., Sigel, A., 1990. Metal Ions in Biological Systems, vols. 26-32.
Marcell Dekker.
Welcher, F.J., 1965. The Analytical Uses of Ethylenediaminetetraace-
tic Acid. Von Nostrand, Princeton, NJ.
